Abstract. The effects of size and origin of natural dissolved organic matter compounds (DOM) on the redox cycling of iron were investigated in water samples from a marine system (Strait of Gibraltar), from a freshwater system (Lake of Murten, i.e., Murtensee, Switzerland), and from a "river-to-ocean" system (Rivers Scheldt and Rhine and corresponding estuaries). In the irradiated seawater samples, Fe(II) steady-state concentrations ([Fe(II)] ss ), both as percentage of total dissolved iron and normalized to 1 mg C L -1 , were higher in the low-molecular-weight (LMW) than in the high-molecular-weight (HMW) DOM fractions, despite higher net rates of H 2 O 2 formation in the HMW DOM fractions. Also in the samples from Murtensee, [Fe(II)] ss , both as percentage of total dissolved iron and normalized to the decadic absorption coefficient at 350 nm (a 350 , unit m -1 ), were higher in the LMW than in the HMW DOM fractions. Unlike in the seawater samAquatic Sciences ples, however, net rates of H 2 O 2 production, normalized to a 350 , were higher in the LMW DOM fractions, as compared to the HMW DOM fractions, indicating a higher efficiency of O 2
Introduction
Iron is an essential micronutrient for almost all organisms. In cells iron can exist in more than one oxidation state, and catalysis of redox reactions and electron transport are two major functions of iron containing enzymes.
Iron is present in the active centers of cytochromes and iron-sulfur proteins, e.g., ferrodoxin, which are important components of the photosynthetic and respiratory electron transport chain (e.g., Butler, 1998; Falkowski, 1997; Sunda, 1991) . Iron has been proposed to co-limit phytoplankton growth in several marine environments (e.g., Mills et al., 2004; Morel and Price, 2003; Schulz et al., 2004) .
The biological availability of iron depends on its speciation and on the uptake mechanism by organisms. An-derson and Morel (1982) have proposed a carrier-mediated transport model of iron uptake by eukariotic marine algae. According to this model, the concentration of inorganic, dissolved Fe(III) species (including the hydrated and hydrolyzed ions) determines the upper limit of bioavailable iron. Most (>99 %) of the dissolved ferric iron is present as organic iron complexes in marine surface waters (e.g., Powell and Donat, 2001; Rue and Bruland, 1995; Rue and Bruland, 1997; van den Berg, 1995; Wu and Luther, 1995) and probably also in rivers and lakes. In sunlit surface waters, inorganic Fe(III) species are formed through light-induced redox cycling of iron (e.g., Powell and Wilson-Finelli, 2003) .
Iron(II) is a key intermediate species, regarding both iron bioavailability and the roles of Fe(II) as reducing agent. For example, Fe(II) has been shown to act as the electron donor in Cr(VI) reduction (Gaberell et al., 2003; Hug et al., 1997; Kieber and Helz, 1992 ) (see Fig. 1 ). Furthermore, Fe(II) catalyzes the reductive dissolution of Fe(III)-(hydr)oxides (Siffert and Sulzberger, 1991; Suter et al., 1988) and acts as an electron donor in the reductive dissolution of MnO 2 (Villinski et al., 2003) . As a result of Fe(II)-promoted dissolution of minerals, adsorbed organic and inorganic compounds, e.g., organic pollutants and phosphate, are remobilized. Oxidation of Fe(II) by O 2 yields the reactive oxygen species (ROS) O 2
• -, H 2 O 2 , and HO
• , where the latter is formed in the Fenton reaction (Fe(II) + H 2 O 2 AE Fe(III) + HO
• + OH -) (see Fig. 1 ). The Fenton reaction can be an important source of HO
• in iron-rich, sunlit surface waters (Southworth and Voelker, 2003; White et al., 2003) , and HO
• is the most reactive oxygen species (Blough and Zepp, 1995) , reacting efficiently with organic and inorganic pollutants and with cell components of aquatic organisms (see Fig. 1 ).
Background

Roles of natural organic compounds in the light-induced reduction of dissolved Fe(III).
In sunlit surface waters, formation of Fe(II) can proceed through the following abiotic pathways: (i) Photolysis of Fe(III) complexes (e.g., Barbeau et al., 2001; Barbeau et al., 2003; Barbeau et al., 2002; Faust and Zepp, 1993; Gao and Zepp, 1998; Kuma et al., 1992; Voelker et al., 1997) , (ii) reduction of Fe(III) by O 2
• -(e.g., Emmenegger et al., 2001; Miller et al., 1995; Rose and Waite, 2003a; Rose and Waite, 2005; Voelker and Sedlak, 1995) , and (iii) thermal reduction of Fe(III) by natural organic compounds (e.g., Voelker et al., 1997; Voelker and Sulzberger, 1996) . In addition, Fe(III) also may be reduced at the surface of algal cell, which is a strategy of some algae to utilize iron bound to organic ligands (e.g., Hutchins et al., 1999; Jones et al., 1987; Maldonado and Price, 1999; Maldonado and Price, 2001; Soria-Dengg and Horstmann, 1995; Weger, 1999; Weger et al., 2002) . Regarding the bioavailability of these organic Fe(III) complexes to aquatic microorganisms, Hutchins et al. (1999) suggested that the competition between prokaryotes and eukaryotes for organically-bound iron may depend on the chemical nature of iron complexes, where iron bound to a variety of siderophores was relatively more available to cyanobacteria than to eukaryotes. In pathways (i)-(iii), natural organic compounds act as electron donors. Hitherto, we are lacking a clear picture of the relative importance of above pathways in the formation of Fe(II) in sunlit marine and freshwater systems.
Photolysis of Fe(III) complexes (pathway (i)) may involve siderophores (Barbeau et al., 2001; Barbeau et al., 2003; Barbeau et al., 2002) or other natural Fe(III) ligands (Faust and Zepp, 1993; Gao and Zepp, 1998; Kuma et al., 1992; Voelker et al., 1997) . Siderophores are low-molecular-weight organic ligands (0.5-1.5 kDa) with a high affinity and specificity for iron. Under iron-limiting conditions, siderophores are excreted by cyano-and heterotrophic bacteria (e.g., Haygood et al., 1993; Reid and Butler, 1991; Tortell et al., 1999; Wilhelm and Trick, 1994) . The stability constants of Fe(III)-siderophore complexes are in the range of logK = 20-50 (Albrecht-Gary and Crumbliss, 1998; Witter et al., 2000) . Photolysis of Fe(III) siderophore complexes has been demonstrated with the siderophores petrobactin and aerobactin (Barbeau et al., 2003; Barbeau et al., 2002; Borer et al., 2005) , and various aquachelins (Barbeau et al., 2001) . The photoreactivity of these Fe(III)-siderophore complexes is imparted by the a-hydroxycarboxylate functional group, which decarboxylates following ligand-to-metal charge-transfer transition. According to recent studies of the photochemical reactivity of siderophores based on characteristic iron(III)-binding groups, siderophores containing only hydroxamate groups such as DFOB form photostable complexes with Fe(III) (Barbeau et al., 2003; Borer et al., 2005) . (Liang et al., 1993; Pullin and Cabaniss, 2003; Rose and Waite, 2002) or the siderophore DFOB (Welch et al., 2002) . Santana-Casiano and coworkers (2004) studied the oxidation of Fe(II) in NaCl-HCO 3 -and seawater solutions in the presence of phthalate and salicylate ions. Phthalate decreased the Fe(II) oxidation rate, while salicylate increased it. Emmenegger and coworkers (1998) assessed the apparent rate constant, k app , of Fe(II) oxidation as a function of pH in unfiltered lake water samples, to which Fe(II) was added to give an initial Fe(II) concentration of 30 nM. Above pH 7.4, k app was consistent with the rate law determined in pure carbonate systems. However, below this pH value, k app was independent of pH. These authors explain this phenomenon in terms of acceleration of Fe(II) oxidation by ligands (organic, colloidal, or surface ligands) below pH 7.4. Also the Fenton reaction is greatly affected by natural organic compounds. Sedlak and Hoigné (1993) and Voelker and Sulzberger (1996) have shown that H 2 O 2 reacts much faster with Fe(II)-oxalate and Fe(II)-fulvate complexes than with inorganic Fe(II). Voelker and Sulzberger (1996) also found an enhancing effect of fulvic acid on the Fenton reaction through the following reaction sequence: (i) scavenging of the HO
• radical formed in the Fenton reaction by fulvic acid, yielding an organic radical, (ii) reaction of this organic radical with O 2 to form HO 2
• -with Fe(II). Natural organic compounds also may result in a decrease of Fe(II) oxidation rates. Theis and Singer (1974) and Miles and Brezonik (1981) reported that a variety of model Fe(II)-binding ligands and humic acids decreased the rate of Fe(II) oxidation by O 2 . When assessing the Fe(II) oxidation kinetics, one has to be aware that net rates are determined, which include the rate of Fe(II) oxidation and the rate of re-reduction of Fe(III). Ferric iron may be reduced thermally, e.g., by fulvic acid (Voelker and Sulzberger, 1996) . Furthermore, HO • 2 /O 2 • -formed in the oxidation of Fe(II) by O 2 acts as an electron donor of Fe(III). Finally, Fe(II) may be stabilized by organic ligands . In most studies regarding Fe(II) oxidation kinetics, Fe(II) is added to synthetic or natural water samples (e.g., Emmenegger et al., 1998) . As a result, some effects of natural organic compounds, e.g., stabilization of Fe(II), may not be apparent because of much lower concentrations of these natural organic ligands, as compared to added Fe(II). The effects of the source and concentration of natural organic matter (NOM) on the Fe(II) oxidation kinetics was investigated by Rose and Waite (2003b) . These authors reported that increasing the concentration of NOM enhanced the degree of acceleration or retardation of Fe(II) oxidation, depending on the source of NOM.
Objectives
As discussed above, Fe(II) is a key intermediate species in sunlit surface waters, regarding both iron bioavailability and its role as an electron donor in many environmentally relevant processes. Therefore, it is important to elucidate the roles of natural organic compounds (in the following abbreviated as DOM, Dissolved Organic Matter) in the formation and consumption of Fe(II). As will be demonstrated, both the size and the origin of DOM affect to a great extent Fe(II) steady-state concentrations in sunlit surface waters. The objectives of this study were (i) to assess the effect of the size of dissolved organic matter compounds on Fe(II) steady-state concentrations, (ii) to test hypotheses on the pathway of light-induced Fe(III) reduction and the kinetics of Fe(II) oxidation by simulating experimental data (measured Fe(II) and H 2 O 2 concentrations during irradiation and after the light-source was turned off) with mathematical kinetic modeling, and (iii) to assess possible effects of the DOM origin on the lightinduced redox cycling of iron.
Materials and methods
Study sites and sample collection
Seawater was sampled at different sites in the Strait of Gibraltar (sites P1-P5, Fig. 2A and Table 1 ) during a cruise on the Dutch research vessel Pelagia (Royal NIOZ) between May 26 and June 4, 2001. At the sampling location 35°6¢N, 5°5¢W, Mediterranean Sea water is covered by water from the Atlantic Ocean, and hence the water sample from this site, collected at 5 m depth (P4), was an Atlantic seawater sample, whereas all the other water samples were Mediterranean seawater samples. Water samples from different depths were collected using a CTD rosette equipped with Go-Flow bottles, which were coated with a thin film of Teflon. Immediately after collection, the water samples were passed on board through 0.22 mm GUPP-C cassette filters (0.5 m 2 ) mounted on a Pellicon holder (Millipore), followed by size fractionation of DOM (see below). All sampling and filtration devices were metal clean.
Freshwater samples were collected in Murtensee, a lake located in the western part of Switzerland (Fig. 2B) . Its surface area is 22.8 km 2 , and its average depth is 23.3 m, with a maximal depth of 45.5 m. Intensive agricultural activities cause eutrophic conditions in this lake. On October 24, 2002, the dissolved organic carbon concentration (DOC) was ~290 mM (Table 1) . Water samples were collected on October 24, 2002, offshore of the city of Murten and at the location where the lake was deepest, Effects of DOM on the light-induced redox cycling of iron both at the surface and at 6 m depth (sites M1-M4, see Table 1 ). The sampling was performed by use of Go-Flow bottles. The water samples were brought back to the laboratory at Eawag in Duebendorf, passed through 0.45 mm cellulose nitrate filters (Sartorius), followed by DOM size fractionation (see below) within 48 hours. All sampling and filtration devices were metal clean. Water samples with different salinity were collected during a cruise with the Dutch research vessel Navicula (Royal NIOZ) between April 2 and April 12, 2001 in the River Scheldt (site N1), the River Waal (site N2), outside the River Rhine delta (sites N3 and N4), and outside the Eastern Scheldt esturary (site N5) ( Fig. 2C and Table 1 ). The River Scheldt originates in the North of France and flows across Belgium and The Netherlands into the North Sea forming the Western and Eastern Scheldt estuaries (Fig. 2C) . The River Scheldt is one of the most contaminated rivers in Europe (Somville and Depauw, 1982 ) with an extremely high DOC content (Table 1) . Indeed, the River Scheldt catchment presently receives sewage discharge with only partial treatment from cities such as Lille, Antwerp, Brussels, and Ghent. The River Waal is one branch of the River Rhine, which originates in the Swiss Alps and which splits into two branches (Lek and Waal) on its flow through The Netherlands. The Rivers Lek, Waal, and Maas form a huge river delta in The Netherlands (Fig. 2C) . Water was sampled with a fish (a Teflon sampling bag attached to a lead weight, looking like a fish), passed through 0.2 mm polycarbonate filters (Nucleopore) immediately after sampling, followed by DOM size fractionation on board (see below). All sampling and filtration devices were metal clean.
Materials
NaCl (suprapure quality), HCl (30 %, suprapure quality), HNO 3 (65 %, suprapure quality), NH 3 (25 %, suprapure quality), hydrogen peroxide (30 %, suprapure quality), potassium bromate (pro analysis quality), 3-[4-(2-hydroxyethyl)-1-piperazinyl] propanesulfonic acid (HEPPS) (purity, 99 %), 1-nitroso-2-naphtol (pro analysis quality), methanol (pro analysis quality) were purchased from Merck, Germany. 5-amino-2,3-dihydrophtalazine-1,4-dion (luminol), p-hydroxyphenylacetic acid (puriss p.a. grade), ammonium ferrous sulfate hexahydrate (puriss p.a. grade) ferric chloride hexahydrate (puriss p.a. grade) were provided by Fluka, Switzerland. Peroxidase, 10,000 U, grade II, from horseradish (HRP) was from Roche Diagnostics Gmbh, Germany.
All solutions were prepared with MQ-UV water (Millipore). Water samples and reagents were prepared and stored in polypropylene bottles. These bottles as well as the Pyrex glass vessels, used in the photochemical experiments (see below), were cleaned according to the following protocol: first they were soaked over night in a detergent solution, then rinsed with MQ-UV water, soaked for at least 3 days in 0.1 M HCl and thereafter for a least 3 days in 0.1 M HNO 3 . Finally they were rinsed with MQ-UV water, dried and stored in plastic bags until use. Glassware for DOC measurement was soaked for at least 3 days in 0.1 M HCl, rinsed with MQ-UV water, and muffled 5 h at temperatures >500°C to eliminate all organic substances.
DOM fractionation
DOM in water samples from sites P1-P5 and M1-M4 was size fractionated employing a Pellicon tangential flow ultrafiltration system (Millipore) with a 0.5 m 2 PLAC cassette filter (Millipore) (1 kDa nominal weight cutoff) and following the protocol by Benner et al. (1997) . We operationally define the fraction with DOM < 1 kDa as low-molecular-weight (LMW) DOM in all water samples, and the fraction with 1 kDa < DOM < 0.22 mm and 1 kDa < DOM < 0.45 mm as high-molecular-weight (HMW) DOM in water samples from sites P1-P5 and sites M1-M4, respectively. The concentrates and permeates were deep-frozen immediately after ultrafiltration until use. Figure 2C .
Samples were taken at the surface (<1 m).
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DOM in water samples from sites N1-N5 was size fractionated using an Amicon DC-10 or an Amicon Proflux M 30 system with two spiral-wound polysulfone filter cartridges (S10N1, 1 kDa nominal weight cutoff). To gain a powdery product, the water content of the concentrates was reduced by rotary evaporation, and the samples were dried in a Savant SVC200 SpeedVac concentrator. The powders obtained were stored in precombusted glass vials until further use.
Determination of DOC concentrations
For the determination of DOC concentrations in the 0.22 mm and 0.45 mm filtered water samples from sites P1-P5 and M1-M4, respectively, and in corresponding concentrates and permeates, 20 ml of each solution were placed into acid-rinsed, precombusted 40-ml EPA glass vials, immediately after filtration and ultrafiltration, sealed with Teflon-lined caps and stored frozen until analysis. For the determination of DOC concentrations in the HMW DOM fraction of waters samples from sites N1-N5, part of each powder was dissolved in MQ-UV water, considering the concentration factor. DOC concentrations were determined by high-temperature catalytic oxidation with a Shimadzu 5050A analyzer (Benner et al., 1997; Benner and Strom, 1993) . For the water samples from sites P1-P5 and M1-M4, a carbon mass balance was established to determine whether carbon was lost or gained during size fractionation. Mass balance calculations yielded recoveries of 120-155 % for the water samples from sites P1-P5 and 87-120% for the water samples from sites M1-M4. This percentage of DOC recovered after ultrafiltration was calculated as follows: % DOC recovered = 100 ¥ (DOC concentrate + DOC permeate ) ¥ (DOC <0.22/0.45 mm ) -1 , where DOC stands for the DOC concentration, DOC concentrate for DOC in the HMW DOM fraction, corrected by the according concentration factor, DOC permeate for DOC in the LMW DOM fraction, and DOC <0.22/0.45 mm for DOC in the DOM fraction that passed a 0.22 mm or 0.45 mm filter (used for water samples from sites P1-P5 or M1-M4, respectively). The fact that more than 100 % of DOC was recovered by ultrafiltration was likely due to contamination from the ultrafiltration membrane, which consisted of regenerated cellulose. Although this membrane was thoroughly cleaned according to the protocol by Benner et al. (1997) before ultrafiltration of the various water samples, it was not possible to avoid some carbon leaching, as has been observed by other investigators using the same ultrafiltration membrane (e.g., Kaiser and Sulzberger, 2004 ).
Determination of total dissolved iron concentrations
For the determination of total dissolved iron concentrations in the HMW and LMW DOM fractions, concentrates and permeates were collected in metal clean 50-ml (samples from sites P1-P5) and 10-ml (samples from sites M1-M4) PP tubes (Greiner), immediately following ultrafiltration. After acidification to pH ~2, the samples were kept deep-frozen until analysis. To determine total dissolved iron concentrations in the HMW DOM fractions of waters samples from sites N1-N5, part of each powder was dissolved in MQ-UV water, considering the concentration factor.
Total dissolved iron concentrations in the HMW and LMW DOM fractions of water samples from sites P1-P5 were measured employing catalytic cathodic stripping voltammetry (674 VA Stand and 646 VA processor, Metrohm), following the protocol by Aldrich and van den Berg (1998) . 1-nitroso-2-naphtol was used to form a complex with Fe(III) that adsorbs on a static mercury drop electrode, and BrO 3 -was used to oxidize Fe(II), eventually present in the water samples. Measurements were performed at pH 7.7, using HEPPS buffer. Prior to measurements, samples were irradiated for 24 h with a Hg lamp (La Jolla Scientific Co.) at pH 2 to eliminate dissolved organic matter. Blanks (MQ-UV water) were treated in the same way as the samples. The detection limit of this analytical method was 0.5 nM.
Total dissolved iron concentrations in the HMW and LMW DOM fractions of water samples from sites M1-M4 and N1-N5 were detected using a Perkin-Elmer 5100 GF-AAS with a transverse heated graphite tube atomizer (THGA). Dissolved iron in the LMW DOM fractions was pre-concentrated three times by injecting 50 ml of the samples and drying for 50 s at 130°C. The detection limit was 2 nM for the pre-concentrated samples.
Other methods pH measurements were made by use of an Orion Ross electrode and an Orion meter calibrated with NBS buffers. Buffers and samples were kept at 25°C unless stated otherwise. Alkalinity was determined by automated Grantitration with use of a Mettler DL 70 ES titrator. UV/VIS spectra were recorded in a quartz cell of 5 cm optical path length using a Varian Cary 1E UV/VIS spectrophotometer.
Photochemical experiments
For the photochemical experiments, the concentrates of the water samples from sites P1-P5 and M1-M4 were diluted with MQ-UV water by the concentration factor, and part of the HMW DOM powders gained from the water samples from sites N1-N5 were dissolved in MQ-UV water to yield a DOC concentration of approximately 2 mg L -1 . A pH of 8.2 was established by bubbling a mixture of CO 2 , N 2 , and 20.9% O 2 through the solutions. 300 ml of each solution were filled into a water-jacketed 298 L. Meunier et al. Effects of DOM on the light-induced redox cycling of iron reactor with an optical Pyrex bottom and irradiated with a 1000-W Xe lamp (OSRAM), contained in a watercooled housing (PTI, 02-A50001), and simulating solar radiation. The light was focused by two Pyrex lenses (50% cutoff at 335 nm) and a mirror onto the bottom of the reaction vessel. A more detailed description of the experimental setup is given in Siffert and Sulzberger (1991) . We measured the average incident light intensity hitting the bottom of the reaction vessel through a narrowband filter (UV1, l max 355 nm), using ferrioxalate actinometry (Hatchard and Parker, 1956 ). The total light intensity hitting the vessel, when the light was not filtered by the narrowband filter, was calculated from the photon flux of the filtered light, the transmission spectrum of the filters and the bottom of the vessel, and the spectrum of the unfiltered light. The incident light intensity was approximately 0.5, 1.0, and 1.2 kW m -2 in the photochemical experiments with the water samples from sites P1-P5, M1-M4, and N1-N5, respectively. In all photochemical experiments the solutions were air-saturated and continuously stirred, and the temperature (20°C) and pH (8.2-8.3) were kept constant. Iron(II) and H 2 O 2 concentrations were measured during irradiation and after the light source was turned off. For the determination of Fe(II) concentrations, we employed a flow injection analysis system with luminol-based chemiluminescence detection (FeLume) (Emmenegger et al., 1998; Emmenegger et al., 2001; King et al., 1995) . An alkaline luminol solution is mixed with the water sample containing Fe(II) in front of a photomultiplier. At pH 9.8, Fe(II) is oxidized by molecular oxygen on a millisecond timescale, catalyzing the oxidation of luminol resulting in its electronic excitation that deactivates by producing blue chemiluminescence light. Calibration curves were established after each photochemical experiment in the identical water matrix. Iron(II) was added from an acid (pH 2) stock solution containing 1 mM Fe(II). This stock solution was prepared daily from another stock solution containing 100 mM Fe(II) at pH 2, which was prepared twice a month. Both stock solutions were kept at 4°C. The detection limit was usually 0.2 nM Fe(II).
For measuring H 2 O 2 concentrations, we used the method by Miller and Kester (1988) , modified by Emmenegger et al. (2001) , utilizing a Perkin-Elmer LS-3 fluorescence spectrophotometer. We checked that the potential light-induced production of organic peroxides did not influence the H 2 O 2 fluorescence measurements (data not shown).
Kinetic modeling
For the mathematical simulation of the time courses of Fe(II) and H 2 O 2 during irradiation and after the light source was turned off, we used the program ACUCHEM (Braun et al., 1988) . This program can calculate the concentrations of reactants versus time in a complex chemical system by finding a numerical solution to the system of nonlinear differential equations defined by the kinetics problem. Best fits of kinetic constants, which were not accessible experimentally or whose values could not be taken from the literature, were obtained by combining ACUCHEM with a Matlab program (The Math Works, Inc., Natick, MA 01760). The unknown rate constants were varied until the sum of squared residuals between the measured data points and the model was minimized. To give Fe(II) and H 2 O 2 the same statistical weight, their maximum concentrations were normalized to 1 for the fitting. The optimization routine was the Nelder-Mead simplex (direct search) method of Matlab.
Results and discussion
Effect of the size of natural organic compounds on Fe(II) steady-state concentrations Considerably higher percentages of Fe(II) steady-state concentrations ([Fe(II)] ss ) from total dissolved iron (water samples filtered through 0.22 mm filters) were found upon irradiation of low-molecular-weight (LMW) DOM, as compared to high-molecular-weight (HMW) DOM in water samples from the Strait of Gibraltar (Fig. 3A) . Hence the total dissolved iron concentration is not the major factor determining ([Fe(II)] ss in these DOM fractions. This phenomenon was also observed by Gaberell and coworkers (2003) , who studied the role of dissolved organic matter composition on the photoreduction of Cr(VI) to Cr(III) in the presence of iron. Also [Fe(II)] ss , normalized to 1 mg C L -1 , were higher in the LMW than in the HMW DOM fractions (Fig. 3B) . Regarding H 2 O 2 formation, the net rate, normalized to 1 mg C L -1 was higher in the HMW fractions than in the LMW fractions. The fact that higher [Fe(II)] ss occurred with LMW DOM, as compared to HMW DOM, despite higher net rates of H 2 O 2 formation with HMW DOM lead us to the following hypothesis: The main pathway of Fe(III) reduction in these water samples is photolysis of Fe(III) complexes (and not reduction of Fe(III) by O 2
• -) and occurs more readily if Fe(III) is bound to LMW organic ligands, as compared to HMW ligands. This hypothesis is tested experimentally in ongoing studies.
Also in the freshwater samples from Murtensee, both the percentage of [Fe(II)] ss from total dissolved iron (water samples filtered through 0.45 mm filters) and [Fe(II)] ss , normalized to 1 mg C L -1 , were higher in the LMW DOM fractions than in the HMW DOM fractions (Figs. 4A and  B) , and approximately five times higher than in the seawater LMW DOM fractions, if normalized to equal light intensities (note that the light intensity of the solar simulator was approximately two times higher in the experiments with the freshwater samples, see "Materials 299 and methods"). If [Fe(II)] ss is divided by the decadic absorption coefficient at 350 nm (a 350 , unit m -1 ) the difference between LMW and HMW DOM fractions is even more pronounced in the water samples from Murtensee (Fig. 4C) . These results suggest that the efficiency of Fe(II) formation is higher with LMW DOM than with HMW DOM from Murtensee. Regarding photochemical H 2 O 2 formation, its net rate was higher in the LMW DOM fractions than in the HMW DOM fractions, particularly if divided by a 350 (Figs. 4D and E) . [Note that the rate of H 2 O 2 formation, divided by a 350 , can be considered as a relative quantum yield of H 2 O 2 formation at respective wavelength.] This surprising result means that LMW DOM from Murtensee is photochemically more reactive than HMW DOM from this freshwater system. A higher photoreactivity of LMW DOM, as compared to HMW DOM, in terms of H 2 O 2 formation also was observed by Kaiser and Sulzberger (2004) with water samples from Effects of DOM on the light-induced redox cycling of iron the Tagliamento River (Italy). These authors also assessed the effect of light on DOM bioavailability to bacterioplankton from the Tagliamento River and found that after the long-term growth of bacteria on irradiated DOM, the uptake was unchanged for HMW DOM, however, considerably lower for LMW DOM, compared with the corresponding non-irradiated fractions. Kaiser and Sulzberger (2004) hypothesize that as a consequence of the higher photoreactivity of LMW compounds from the Tagliamento, these compounds are transformed into highly biorecalcitrant compounds upon irradiation. Powell and Wilson-Finelli (2003) reported that photodegradation of ligands occurred in a ligand class that was less than 1 kDa in size and ubiquitous throughout the Gulf of Mexico and hypothesized that release of siderophores may be the dominant production term for these ligands. Figure 5 shows the measured concentrations of Fe(II) and H 2 O 2 during irradiation and after the light source was turned off (symbols) with the LMW DOM fraction of the water sample from site P3 (see Table 1 ). The Fe(II) concentration reached steady-state after ca. 4 min of irradiation and decreased to zero within ca. 10 min after the light source was turned off. The H 2 O 2 concentration increased linearly and did not reach steady-state during irradiation. After the light source was turned off, the H 2 O 2 concentration remained constant for hours (data not shown). This kinetic behavior of the Fe(II) and H 2 O 2 concentrations was generally observed with both the LMW and HMW DOM fractions from the Strait of Gibraltar. Totally different behaviour was observed with the LMW and HMW DOM fractions from Murtensee, e.g., with the LMW fraction of the water sample from site M4 (Fig. 6 ). In this case, the Fe(II) concentration reached steady-state only after approximately 35 min, and only a slight decrease in the Fe(II) concentration was observed after the light source was turned off in the time frame of the experiment. With respect to H 2 O 2 , its concentration increased linearly without reaching steady-state during irradiation (Fig. 6 ).
Kinetics of Fe(II) and H 2 O 2 formation and decay
As discussed in the "Introduction", various phenomena may account for a slow decay of the Fe(II) concentration after irradiation of water samples. Emmenegger and coworkers (2001) observed a slow decay of the Fe(II) concentration in whole water samples from the Lake of Greifen (Switzerland), although less pronounced than in the present study. Based on mathematical kinetic modeling, these authors hypothesized that this slow decay is due to recycling of Fe(II) by O 2
• -. Another possibility is stabilization of Fe(II) by organic ligands. To evaluate this possibility and to test our hypothesis that photolysis of Fe(III) complexes is the main pathway of Fe(II) formation in the LMW DOM samples from the Strait of Gibraltar and from Murtensee, we simulated the experimental data shown in Figures 5 and 6 using a kinetic model. The rate constants and rates of considered reactions, and the equilibrium constant of formation of an Fe(II) complex with the ligand L are listed in Table 2 . [Note that the symbol L is used in the text and in Table 2 exclusively to denote the Fe(II)-stabilizing ligand; other ligands present in the water samples are not specified, and organic Fe(III) complexes are designed as "Fe(III)", see also below]. The values denoted as "fp" are the optimized rate constants that provided best fits (see also Fig. 7) , the other values were taken from the literature or were estimated based on literature values.
The rate constant of photolysis of Fe(III) complexes (reaction 1) was assumed to be in the range suggested by Miller and coworkers (1995) . The rate of photochemical production of O 2
• -involving CDOM (reaction 2) is not known and was a fitting parameter in our model. Further- Aquat. Sci. Vol. 67, 2005 Research Article 301 more, we assumed that >99 % of dissolved Fe(III) was present as organic Fe(III) complexes in the LMW DOM samples from sites P3 and M4. The rate constant of reaction of O 2
• -with organic Fe(III) species (reaction 3) also was a fitting parameter. Regarding the oxidation of Fe(II) by O 2 and H 2 O 2 (reactions 4 and 8, respectively), we estimated these rate constants for the pH and the alkalinity of the LMW DOM samples from sites P3 and M4, based on the values given by King (1998) and King and Farlow (2000) , respectively, for inorganic Fe(II) species.
We introduced an Fe(II) stabilizing ligand L in our model and unknown rate constants for the oxidation of Fe II L by O 2 , O 2
• -, and H 2 O 2 (reactions 5, 7, and 9). We assumed that Fe III L undergoes fast ligand exchange with organic ligands present in the P3 and M4 LMW DOM samples that form more stable complexes with Fe(III) than does L (reaction 10, note that in our model, L is a Fe(II) stabilizing ligand.) Regarding sinks of O 2
• -other than reaction with iron (reactions 3, 6, and 7), we included reactions of O 2
• -with dissolved copper Zafiriou et al., 1998) and with colored dissolved organic matter (CDOM) (Goldstone and Voelker, 2000) (summarized in reaction 12). To obtain an estimate for k 12 , we assumed that the major part of dissolved copper was present as organic Cu(II) complexes in these water samples (e.g., Bruland et al., 2000; van den Berg, 1984; Voelker and Kogut, 2001 ). The overall rate constant, k 12 , of reaction of O 2
• -with dissolved, organic Cu and CDOM was estimated based on the studies by Voelker et al. (2000) and Goldstone and Voelker (2000) , where k 12 = k cat [Cu tot ] + k other . We assumed a value of 5.5 ¥ 10 8 M -1 s -1 for the rate constant of catalytic dismutation (2000) and Goldstone and Voelker (2000) h
fp = fitting parameter, see also Figure 7 .
a Fe(III) stands for total dissolved Fe(III) in the P3 and M4 LMW DOM samples, whose initial concentration was 10.6 nM and 6.8 nM, respectively. b We assumed a rate constants of photolysis of Fe(III) complexes in the range of that suggested by Miller et al. (1995) . c [CDOM] = 27 mM and 52 mM in the P3 and M4 LMW DOM samples, respectively, based on measured DOC concentrations and assuming that ~65 % of DOC is colored. The rate, r, of superoxide formation includes the CDOM concentration, r = k ¥ [CDOM], where k is equal to fp1 in Figure 7 . d Rate constants given by King (1998) for I = 0, corrected for I = 0.7 M and 7 mM for the P3 and M4 LMW DOM samples, respectively, using Debye Hückel. P3 LMW DOM sample: alkalinity = 2.4 mM, pH = 8.3; M4 LMW DOM sample: alkalinity = 3.4 mM, pH = 8.2. e For inorganic, dissolved Fe(II) at pH > 6. f Rate constants given by King and Farlow (2000) for I = 0, corrected for I = 0.7 M and 7 mM for the P3 and M4 LMW DOM samples, respectively, using Debye Hückel. P3 LMW DOM sample: alkalinity = 2.4 mM, pH = 8.3; M4 LMW DOM sample: alkalinity = 3.4 mM, pH = 8.2. Regarding HO • as a potential oxidant of Fe(II), we have neglected this pathway in these water samples on the basis of a study by Emmenegger et al. (1998) . We also have neglected the possibility that products of reactions of HO
• with other water components, e.g., CO 3 2-, might -directly or indirectly -affect the iron redox cycling. g This rate constant was calculated according to Zafiriou (1990) as follows: logk = 12.7 -1.0(pH), with pH = 8.3 (P3 LMW DOM samples) and pH = 8.2 (M4 LMW DOM sample). h These rate constants for reaction of superoxide with additional sinks are rough estimates based on Table 1 in Voelker et al. (2000) and • -in the presence of organic copper complexes. This value is the average of the range of k cat determined in coastal water samples . Measured Cu concentrations in the LMW DOM samples from sites P3 and M4 were ~2 nM and ~8 nM, respectively. The rate constant k other was estimated from Figure 2 in Goldstone and Voelker (2000) at the corresponding absorption coefficients (a 300 ) of the LMW DOM samples from sites P3 and M4. Hence the values for the overall rate constant, k 12 , can only be considered as very rough estimates.
With these values (Table 2) , excellent agreement between the mathematical simulation (solid lines in Figs. 5 and 6) and the experimental data was obtained for the Fe(II) concentration during irradiation and after the light source was turned off, both for the P3 and M4 LMW DOM samples. The model also was able to simulate reasonable well the H 2 O 2 concentration during irradiation (Figs. 5 and 6), although only initially with the LMW DOM sample from site P3 (Fig. 5) . Figure 7 shows the sum of the squared residuals between model and data as a function of varying each single fitting parameter while keeping the other parameters at their optimized values. Some parameters are well defined while others can be varied over large ranges without compromising the agreement between model and data. The parabolic curves in Figure 7 would become broader if all other parameters would be optimized again for each variation of each single parameter. Since this type of variation is computationally too time consuming, it was done only for some Another striking result from the simulation of the experimental data with kinetic modeling is the following: The rate constants of reduction of Fe(III) by O 2
• -(fp2) turned out to be orders of magnitude smaller than the reported rate constant of reduction of inorganic Fe(III) by O 2
• -above pH 6, which is 1.50 ¥ 10 8 M -1 s -1 (Rush and Bielski, 1985) . Even with a re-optimization of all other parameters, fp2 could not be increased to above 10 4 M -1 s -1 (LMW DOM sample from site P3) and above 10 3 M -1 s -1 (LMW DOM sample from site M4) without a significant increase of the sum of squared residuals. Note that in our model, Fe(III) stands for total iron initially present in the LMW DOM samples from sites P3 and M4, and it is likely that >99 % is present in the form of organic Fe(III) complexes (e.g., Powell and Donat, 2001; Rue and Bruland, 1995; Rue and Bruland, 1997; van den Berg, 1995; Wu and Luther, 1995) . Regarding reduction of organically bound Fe(III) by O 2
• -, second-order rate constants with well defined Fe(III) complexes have been reported Buettner et al., 1983; Butler and Halliwell, 1982; Rose and Waite, 2005) . Measurements of the O 2
• -decay in the presence of Fe(III) complexes yielded 9.3 ± 0.2 ¥ 10 3 M -1 s -1 and 1.9 ± 0.2 ¥ 10 5 M -1 s -1 for the second-order rate constant of reaction of O 2
• -with Fe(III) bound to desferrioxamine B (DFB) and to salicylate, respectively, at pH 8.1 (Rose and Waite, 2005) . Employing pulse radiolysis, Butler and Halliwell (1982) determined the second-order rate constant of reaction of O 2
• -with Fe III -EDTA -to be 3 ± 0.5 ¥ 10 5 M -1 s -1 at pH 8. These authors also measured rate constants of reaction of O 2
• -with Fe(III) bound to ligands other than EDTA. They found that complexes of Fe(III) with diethylenetriaminepentaacetic acid (DETAPAC), bathophenanthroline, and desferrioxamine (DFB) reacted with O 2
• -at much lower, "perhaps insignificant rates". They stress that their determined rate constants of reaction of O 2
• -with Fe(III) bound to ligands other than EDTA only can be considered as upper limits (e.g., k = <2 ¥ 10 5 M -1 s -1 for the reduction of Fe(III)-DFB by O 2 • -at pH 7.0). According to Buettner and coworkers (1983) , who also used pulse radiolysis, the upper limit of the second-order rate constant of reduction of Fe(III)-DETAPAC by O 2
• -is <10 4 M -1 s -1 at pH 8.0. These authors state that thermodynamics does not appear to govern observed rates of reduction of organic Fe(III) complexes by O 2
• -, but rather steric factors. On the other hand, Rose and Waite (2005) found that the rate of reduction of organically complexed Fe(III) by O 2
• -generally depended on the stability of the complex.
The values determined with our model as best fits for the second-order rate constant of reaction of O 2
• -with Fe(III) in the P3 LMW DOM and M4 LMW DOM samples (fp2 in Table 2 and in Fig. 7 (Albrecht-Gary and Crumbliss, 1998; Witter et al., 2000) . The purpose of the simulation of our experimental data with mathematical kinetic modeling was not to determine rate constants that could be generalized but to test hypotheses. Our modeling results are consistent with, but do not prove, that the main pathway of Fe(III) reduction in the LMW DOM samples from sites P3 and M4 is photolysis of Fe(III) complexes (and not reduction of Fe(III) by O 2
• -). Figure 8A shows the percentage of [Fe(II)] ss from total dissolved iron in HMW DOM fractions gained from water samples collected at sites with different salinity during the Navicula cruise (samples from sites N1-N5, see Table  1 and Fig. 2C ). The percentage of [Fe(II)] ss from total dissolved iron was higher in the HMW DOM samples with a higher proportion of freshwater, and was higher in the River Waal than in the River Scheldt water samples. As also observed for the sea-and freshwater samples from sites P1-P5 and M1-M4, respectively, [Fe(II)] ss is not primarily controlled by total dissolved iron concentrations. A similar pattern as shown in Figure 8A is observed for [Fe(II)] ss , normalized to 1 mg C L -1 (Fig. 8B) . Obviously, [Fe(II)] ss depends on the type of HMW organic compounds present. In the River Scheldt and River Waal (sites N1 and N2, respectively), these compounds are likely to be terrestrially derived, whereas in the North Sea (sites N4 and N5) autochthonous HMW DOM is predominant. At site N3 (salinity 9.6 ‰), HMW DOM is probably a mixture of terrestrial and algal-derived compounds. Gaberell and coworkers (2003) found significantly higher rates of Cr(VI) reduction with DOM de-304 L. Meunier et al. Effects of DOM on the light-induced redox cycling of iron rived from terrestrial sources than with predominantly autochthonous materials even if additional iron was added to the latter. Based on their results, these authors hypothesize that the rate-determining step in Cr(VI) reduction is light-induced formation of Fe(II), either through photolysis of Fe(III) complexes or via reduction of Fe(III) by O 2 • -or other intermediates formed in photochemical reactions after light absorption of DOM (see Fig. 1 ). Gaberell and coworkers (2003) also found that the terrestrially derived DOM samples exhibited a higher percentage of aromaticity and higher molar absorption coefficients at 280 nm than the algal derived DOM samples and, therefore, were photochemically more reactive in Cr(VI) reduction.
Effect of DOM origin on Fe(II) steady-state concentrations
The Fe(II) steady-state concentration in the HMW DOM sample from site N4 (River Rhine estuary, see Fig. 2C ), normalized to both total dissolved iron and 1 mg C L -1 , was almost identical to that in the HMW DOM sample from site N3 (north of N4 in the River Rhine estuary, see Fig. 2C ) and considerably higher than that in the HMW DOM sample from site N5 (see Fig. 2C ). Furthermore, approximately equal Fe(II) steady-state concentrations, normalized to the decadic absorption coefficient at 350 nm (a 350 , unit m -1 ) were measured in the HMW DOM samples from sites N4 and N2 (Fig. 8C) , where site N2 is the River Waal site. Interestingly, the net rate of H 2 O 2 formation, normalized to a 350 , was highest in the HMW DOM sample from N4 (Fig. 8D) . The elucidation of causes for this higher photochemical reactivity of HMW DOM compounds from site N4, compared to HMW DOM compounds from the other sampling sites of the Navicula cruise, would involve chemical characterization of these compounds (Kaiser et al., 2003; Schwede-Thomas et al., 2005) , which was outside the scope of this study.
Conclusions
The main results of this study can be summarized as follows: (i) In the studied sea-and freshwater samples, LMW DOM compounds exhibited a higher photochemical reactivity towards Fe(II) formation than HMW DOM compounds. This result led us to the hypothesis that the main pathway of Fe(III) reduction in these water samples is photolysis of Fe(III) complexes (and not reduction of Fe(III) by O 2
• -) and occurs more readily if Fe(III) is bound to LMW organic ligands, as compared to HMW ligands.
(ii) We hypothesize that the slow decay of the Fe(II) concentration after irradiation of the LMW water samples from Murtensee may be due to stabilization of Fe(II) by a ligand that forms more stable complexes with Fe(II) than with Fe(III). (iii) The simulation of the experimental data obtained with the LMW DOM samples from sites P3 and M4 with mathematical kinetic modeling is in agreement with our hypotheses presented above under (i) and (ii). (iv) The origin and thus the chemical composition of HMW DOM compounds determined their photoreactivity towards Fe(II) formation in the "river-to-ocean" water samples, confirming the findings by Gaberell and coworkers (2003) .
The assessment of the environmental factors that determine [Fe(II)] ss is key since Fe(II) is an utmost important intermediate species in sunlit surface waters, not only regarding the bioavailability of iron but also the role of Fe(II) as an electron donor. One of the key redox reactions involving Fe(II) is the Fenton reaction yielding the hydroxyl radical. The oxidation of organic and inorganic pollutants by HO
• may not always be beneficial but may 
